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UV–visible spectra of quinoline was measured in sub- and supercritical water (25 °C,T
,430 °C and 0.1 MPa,P,40 MPa!, and the degree of hydrogen bonding between quinoline and
water was estimated from solvatochromic shifts in the p – p* absorbance band. Hydrogen bonding
decreased with increasing temperature from 25 to 360 °C. At supercritical conditions (380 °C,T
,400 °C), hydrogen bonding abruptly decreased where the isothermal compressibility of water was
large (0.5,rr,1.5). In this condition, local density around quinoline was lower than bulk density,
namely negative solvation, and it led to the cleavage of hydrogen bonding between quinoline and
water. © 2003 American Institute of Physics. @DOI: 10.1063/1.1545099#I. INTRODUCTION
The local solvation structure around solutes in supercriti-
cal fluids can be attributed to the balance between kinetic
energy of molecules and solute–solvent interactions ~disper-
sion, induction, and dipole–dipole!.1,2 For the case of super-
critical water, hydrogen bonding adds to the above-described
solute–solvent interactions and is an important factor to con-
trol the solvation structure. Further, the solvent properties of
water such as dielectric constant change greatly with tem-
perature and density, which probably leads to the great
change of hydrogen bonding between solute and water.
Hence, the estimation of the dependence of solute–solvent
hydrogen bonding and other interactions ~dispersion, induc-
tion, and dipole–dipole! on temperature and water density is
essential for evaluating the solvation structure in supercriti-
cal water.
UV–visible spectroscopy has been employed for the es-
timation of solute–solvent interactions with their solvato-
chromic shifts and the shifts can be represented by the physi-
cal properties of the solvent. In general, the frequency of
maximum absorbance, n~max!, can be expressed by the
McRae–Bayliss expression3 as follows:
n~max!5A1B
n221
2n211
1CS e21e122 n221n212 D , ~1!
where n is the refractive index and e is the dielectric constant
of the solvent. The first term (A term! is n~max! in the con-
dition where no solute–solvent interaction exists, such as in
a vacuum. The second term (B term! is for the interaction
between the solute dipole and induced dipole of the solvent,
and the third term (C term! expresses the dipole–dipole in-
teractions. These constants (A , B, and C) are correlated from
spectral shift data in ordinary liquids that do not form hydro-
a!Electronic mail: karai@arai.che.tohoku.ac.jp4570021-9606/2003/118(10)/4573/5/$20.00
Downloaded 11 Nov 2008 to 130.34.135.83. Redistribution subject togen bonding to the probe. For the case where solvent forms
hydrogen bonding, n~max! can be expressed by the Kamlet–
Taft p*, a, b scale4 as follows:
n~max!5A1Sp*1Da1Eb , ~2!
where the second term (p* scale! is for the interactions that
combine the solvent dipolarity and polarizability. The a and
b scale describes the solvent hydrogen bond donor acidities,
and the solvent hydrogen bond acceptor basicities, respec-
tively. There are dual contributions of hydrogen bonding to
solvatochromic shifts. The first contribution comes via the
macroscopic n and e, and the second contribution originates
from the specific interactions between the solute and water.
Because of hydrogen bonding, the dielectric constant of wa-
ter is quite large as compared with other molecules with
same size of dipole moment. However, this contribution
works as a whole on solvatochromic shift and is therefore
included in Eq. ~1!. On the other hand, specific hydrogen
bonding interactions between the solute and water should be
extracted as the difference between the experimentally ob-
tained shifts and that can be estimated by Eq. ~1!. In this
work, we attempted to extract the latter contribution, namely
hydrogen bonding between solute and water.
In supercritical fluids, the difference between the esti-
mated n~max! from Eq. ~1! and the experimental n~max! is
often observed even for solvents that do not form hydrogen
bonding. Some researchers attribute this difference to the
specific solvation around the solute and estimated local den-
sity around the solute.1,2,5–35 Kajimoto1 studied the charge
transfer state formation for (N ,N-dimethylamino!-
benzonitrile in CF3H and attributed the larger spectral shift to
the occurrence of aggregation of solvent molecules around
the solute. As the bulk density increased, the bathochromic
shift asymptotically converged to that observed in the liquid
phase. Kim and Johnston5 also found local density enhance-
ment, namely positive solvation, through UV–visible spectra
of phenol blue in supercritical ethylene, chlorotrifluo-3 © 2003 American Institute of Physics
 AIP license or copyright; see http://jcp.aip.org/jcp/copyright.jsp
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sity to the bulk density is related linearly to the isothermal
compressibility. In supercritical water, the difference prob-
ably includes the effect of hydrogen bonding between solute
and solvent as well as solvation. Bennett and Johnston6 ob-
served UV–visible spectra of acetone in supercritical water
and reported the importance of estimating the dependence of
solute–solvent hydrogen bonding on temperature and water
density. Lu et al. determined the Kamlet–Taft p*, a, b scale
of near critical water based on solvatochromic measurements
and reported that the polarity and hydrogen bonding of water
are highly tunable properties with temperature.7,8 To evaluate
the solvation around the solute in supercritical water, a sepa-
ration of the contributions of solute–solvent hydrogen bond-
ing and solvation is required.
The first objective of this work is to estimate the solva-
tochromic shifts over a wide range of temperatures (25 °C
,T,430 °C) and pressures ~0.1 MPa,P,40 MPa!. The
second objective is to evaluate the difference of the spectrum
for the estimation and discuss the effect of hydrogen bonding
between quinoline and water and the solvation structure
around the quinoline. In this work, quinoline was chosen as a
probe to quantify these interactions. Quinoline is the spectral
probe that is stable in supercritical water ~460 °C! for about
1 h,36 and the p – p* absorbance bands are known to be
sensitive to hydrogen bond interactions.37–39
II. EXPERIMENT
A. Materials
Distilled and de-ionized water was used with resistivity
of 18.2 MV cm. Deoxygenation was conducted with
LABOC GASTORR GT-102. Quinoline used was of 95.0%
of purity from Wako Pure Chemical Industries, Ltd. Solvents
used were with the highest purity available ~hexane: 99.0%,
heptane: 99.0%, cyclohexane: 99.5%, diethyl ether: 99.5%,
isobutyl nitrile: 97.0%, DMF: 99.5%, acetonitrile: 99.0%,
DMSO: 99.0%, methanol: 99.8%, and ethanol: 99.5 mol %!.
Carbon dioxide of 99.99 mol % was purchased from Nihon
Sanso.
B. Apparatus
A flow-type apparatus was used to allow in situ UV–
visible absorbance spectroscopic measurement in supercriti-
cal water as shown in Fig. 1. UV–visible spectra were ob-
tained with a polychromator/spectrograph ~JASCO, CT-
25TP! with a 0.12 nm resolution. The spectroscopic cell was
fabricated from hastelloy C-276 and contained two 8-mm
diam, 5.0-mm-thick sapphire windows sealed with gold foil.
The path length of the cell was 7.6 mm. The temperature of
the cell was maintained at measurement temperature to an
accuracy of 61.0 °C by a temperature controller ~RKC,
REX-F900! and K-type thermocouples ~Sukegawa Denki,
1.6 mm o.d.! inserted directly into the cell body. The cell was
heated with a thermostatic unit ~JASCO, 6762-1001-KIYO!.
The pressure was controlled electronically with a HPLC
pump ~JASCO, PU-987! combined with a backpressure
regulator ~TESCOM, model 26! and was measured by anDownloaded 11 Nov 2008 to 130.34.135.83. Redistribution subject toanalog pressure gauge ~NAGANO KEIKI Co.! with an accu-
racy of 60.15% F.S.
III. METHOD FOR UV–VISIBLE MEASUREMENTS
Measurements were performed according to the follow-
ing procedure. The solvent without solute was fed at 5 mL/
min into the system. After the temperature and pressure fluc-
tuations became smaller than 1 °C and 0.1 MPa, respectively,
a reference spectrum of solvent was measured. Next, the
quinoline solution was fed at 5 mL/min into the system, and
a sample spectrum of solution was measured. An absorbance
spectrum was obtained by subtracting the reference spectrum
from the sample spectrum at the same temperature and pres-
sure. The reference and sample spectrum were recorded only
when baseline fluctuations were less than 0.1% in the wave
number range from 30 000 to 40 000 cm21, since quantita-
tive discussion required high reproducibility in the absor-
bance spectra. The concentrations ~2.63, 4.18, 7.5931024
or 1.9331023 mol/L! used were well below the saturated
solubility limits of quinoline in each solvent. The spectral
shift also occurs by the solute–solute interaction ~multi-
merization!. It is reported that the quinoline follows Beer’s
law without the spectral shift in the cyclohexane solvent
at the concentration from 1.0031024 to 4.3231022 mol/L
at 25 °C and 0.1 MPa.40 We observed n~max! in aqueous
solution at different concentrations ~2.63 and 7.5931024
mol/L! from 25 to 400 °C and obtained the same n~max!
which absorbance could be expressed by Beer’s law. Spec-
troscopic research in the past using quinoline was carried out
at the equivalent concentration to our experiment.37–39 In this
work, we assumed that the solute–solute interactions could
be neglected at our experimental concentrations.
IV. RESULTS
Figure 2 shows the p – p* absorption spectra of quino-
line in water at various temperatures and 25 MPa. The
signal/noise ratios of the spectrum were from 150 ~360 °C!
to 350 ~25 °C!. With an increase in temperature, the p – p*
absorption band shifted to higher energies ~blueshift!. Figure
3 shows experimentally obtained n~max! in water over a
wide range of temperature versus pressure. In the liquid
phase (25 °C,T,360 °C), the variation of n~max! with
pressure was negligible, while at supercritical conditions
FIG. 1. Flow apparatus for transmission spectroscopy. AIP license or copyright; see http://jcp.aip.org/jcp/copyright.jsp
4575J. Chem. Phys., Vol. 118, No. 10, 8 March 2003 Hydrogen bonding between quinoline and water(380 °C,T,400 °C) a significant decrease of n~max! with
increasing pressure was observed. In particular, near the
critical point (380 °C,T,400 °C, 20 MPa,P,30 MPa!,
the decrease of n~max! with pressure was drastic, but at high
pressures, namely in the high density region, the pressure
dependence became smaller. At 430 °C, namely in the low
density region, the change of n~max! with increasing pres-
sure was smaller.
First, solute–solvent interactions ~dispersion, induction,
and dipole–dipole! except hydrogen bonding between quino-
line and water were estimated from the spectrum shift in
nonhydrogen bonding solvents or in gaseous phase ~Ar,
CO2) from Eq. ~1!. The value of n~max! in argon was em-
ployed as the constant A (38.03103 cm21!, although the
accuracy of n~max! might not be so high due to the weak
spectrum in the dilute gas phase measurement. The constant
B (23.853103 cm21! of the equation was correlated with
the experimentally obtained n~max! in nonpolar solvents
~hexane, heptane, cyclohexane! by using refractive index (n)
and dielectric constant ~e! of the solvent and the value of A
FIG. 2. The p – p* absorption spectra of quinoline in water ~solute concen-
tration 4.1831024 mol/L!.
FIG. 3. The n ~max! of quinoline in water vs pressure. ~d! 25 °C, ~j!
100 °C, ~l! 200 °C, ~g! 250 °C, ~m! 300 °C, ~l! 360 °C, ~s! 380 °C, ~n!
390 °C, ~h! 400 °C, ~,! 430 °C.Downloaded 11 Nov 2008 to 130.34.135.83. Redistribution subject toevaluated earlier. The constant C (20.3833103 cm21! was
correlated with experimentally obtained n~max! in polar sol-
vents that do not form hydrogen bonds ~diethyl ether, isobu-
tyl nitrile, acetonitrile, DMF, DMSO!. In Fig. 4, the experi-
mentally obtained values of nonhydrogen bonding solvents
and argon gas were fitted to Eq. ~1!, with a root-mean-square
deviation of about 100 cm21, which was the same order of
magnitude as the experimental error in the determination of
band frequencies of the solution spectra ~;50 cm21!.
The temperature and pressure dependence of solute–
solvent interactions, except hydrogen bonding between
quinoline and water, were evaluated. We measured n~max! in
gaseous argon at temperatures ranging from 25 to 300 °C at
0.1 MPa, where no change of n~max! was observed over this
temperature range. The pressure dependence was evaluated
by employing CO2 (n25e) as a solvent in a range of pres-
sure from 8 to 30 MPa at constant temperatures of 25 and
63 °C and the correlation of Moriyoshi et al.41 ~Fig. 4!. Good
correlation (R250.99) of the experimental results with the
estimated values by Eq. ~1! with the parameters A, B, and C
evaluated earlier could be obtained. These results indicated
that the effect of pressure on the A and B values was negli-
gible at pressures up to 30 MPa. Thus, in this analysis we
assumed that A, B, and C were constants irrespective of tem-
perature and pressure.
Next, n~max! values in hydrogen bonding solvents
~methanol, ethanol, and water! were compared with the esti-
mated values from Eq. ~1! ~Fig. 4!. The experimental n~max!
had smaller wave numbers than the estimated n~max!. These
differences, Dndifference , for the hydrogen bonding solvents
are probably due to hydrogen bonding between quinoline
and solvent and may be attributed to the Kamlet–Taft a, b
scale.4
Figure 5 shows the relation between Dndifference and the
reduced density, r/rc , in water over a wide range of tem-
peratures. The bulk refractive index (n) and the bulk dielec-
tric constant (e) from the literature42,43 were used for the
estimation of n~max! with Eq. ~1!. The error bars were ob-
tained from the recalculated n~max! values by Eq. ~1! using e
FIG. 4. Experimentally obtained values vs estimated values by A, B, C
terms at 25 °C. ~1! Argon, ~2! CO2 ~63 °C, 8–30 MPa!, ~3! CO2 ~25 °C,
6–30 MPa!, ~4! hexane, ~5! heptane, ~6! cyclohexane, ~7! diethyl ether, ~8!
isobutyl nitrile, ~9! acetonitrile, ~10! DMF, ~11! DMSO, ~12! ethanol, ~13!
methanol, ~14! water. AIP license or copyright; see http://jcp.aip.org/jcp/copyright.jsp
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MPa pressure errors. There was a general trend of decreasing
Dndifference with decreasing water densities.
V. DISCUSSION
Figure 6 shows Dndifference in supercritical CO2 (Tc
531.1 °C) in a range of pressure from 8 to 30 MPa at con-
stant temperature of 38 °C. Error bars were given to all ex-
perimental results at 61 °C temperature errors and 60.1
MPa pressure errors. The Dndifference observed in supercritical
CO2 was smaller than that for supercritical water. Supercriti-
cal CO2 is a nonhydrogen bonding solvent and thus the dif-
ference between the estimated n~max! by Eq. ~1! and experi-
mentally obtained n~max! can probably be attributed to the
difference of the local e and n from the bulk e and n.1,2,5–35
In supercritical CO2, the Dndifference exhibited a peak in a
range of 0.5,rr,1.5.
There are some reports that solvation occurs around the
solute which has high local densities.1,2,5–35 In this paper we
refer to this solvation as ‘‘positive solvation.’’ The estimated
n~max! by Eq. ~1! around the critical density is calculated to
FIG. 6. The Dndifference in CO2 and the isothermal compressibility vs reduced
density at 38 °C.Downloaded 11 Nov 2008 to 130.34.135.83. Redistribution subject tobe smaller as compared with the correct n~max!, since posi-
tive solvation gives an increase in both local n and e. In the
present analyses, Dndifference was evaluated from the bulk n
and e, which might underestimate the true n and e, and thus
lead to an overestimation in Dndifference . Kim and Johnston5
claimed that the effect of solvation increased with the iso-
thermal compressibility of fluids. Figure 6 shows a compari-
son of Dndifference and the isothermal compressibility of the
fluid. In supercritical CO2, the Dndifference became significant
where the isothermal compressibility of the fluid was large as
reported by Kim and Johnston.5 This result suggests higher
local density around quinoline than the bulk. Figure 7 is a
magnification of Fig. 5 with the isothermal compressibility
of water. The data shown in Fig. 7 exhibited a sigmoidal
shape. In a range of 1,rr,2, the Dndifference decreased as
the rr decreased. Just below the critical density (0,rr
,1.0), Dndifference became larger with decreasing density, but
then became smaller again at low densities. The peak appear-
ing in the range of density for 0,rr,1.0 was largest at
380 °C and decreased with increasing temperature. Although
there is experimental error in the data, in supercritical water
the maximum peak of Dndifference (0,rr,1.0) was observed
at lower density region than the maximum of isothermal
compressibility (0.5,rr,1.5). This trend is different from
that observed in supercritical CO2 in Fig. 6.
The solvation structure around the solute is attributed to
the competition between the solvent–solvent interaction and
FIG. 7. ~a! The Dndifference in water vs reduced density. ~b! Isothermal com-
pressibility. ~l! 360 °C, ~s! 380 °C, ~n! 390 °C, ~h! 400 °C. AIP license or copyright; see http://jcp.aip.org/jcp/copyright.jsp
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vation in supercritical conditions according to molecular dy-
namics studies.44 The first is positive solvation, which is de-
fined as the case where local density is higher than the bulk.
The second is weak positive solvation, which is defined as
the case where local density is slightly higher than the bulk
density. The third is negative solvation, which is defined as
the case where local density is lower than the bulk. For the
case of nonpolar supercritical CO2 solvent, quinoline–CO2
forces are probably higher than that for CO2–CO2 forces.
However, the affinity of quinoline with water is lower than
the water–water interactions. This leads to the probable
negative solvation around a quinoline in water.
Although the mechanism of this result has not yet been
elucidated, the following hypothesis of negative solvation
may be one of the probable explanations. Since quinoline
molecule is hydrophobic, water molecules do not preferen-
tially allocate themselves or solvate around quinoline mol-
ecules, although solvation may occur in the vicinity of the
nitrogen atom. Thus, at a lower density region (0,rr
,0.5), a kind of positive solvation occurs around the nitro-
gen atom of quinoline molecules. However, hydrogen bond-
ing between nitrogen atom of quinoline and hydrogen atom
of water is weaker than that between water molecules. Thus,
at the near critical density region where isothermal com-
pressibility is high, water molecules gathered each other
rather than solvated around the nitrogen atom of quinoline.
The assembly of water molecules formed especially in the
near critical regions (0.5,rr,1.5). This assembly of water
molecules attracted solvated water molecules around the ni-
trogen atom of quinoline. Thus, the cleavage of hydrogen
bonding between quinoline and water occurred. At high den-
sity region (1.5,rr) hydrogen bonding formed between the
nitrogen atom of quinoline and the hydrogen atom of water,
because the bulk density of water molecules was as high as
that of local solvation shell.
VI. CONCLUSION
Solvatochromic shifts in the p – p* absorption band of
quinoline show a strong relationship between hydrogen
bonding and other solute–solvent interactions ~dispersion,
induction, and dipole–dipole! in supercritical water. The de-
gree of hydrogen bonding between quinoline and water de-
creased with increasing temperature from 25 to 360 °C. In
supercritical water, the degree of hydrogen bonding between
quinoline and water decreased in water density especially
around the critical point. In the critical region, lower local
density around quinoline than bulk density, namely negative
solvation, was observed.
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